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PART I. SUBSTITUENT EFFECTS ON THE STABILITY OF 
METAL CHELATES 
Introduction 
A considerable amount of work has been done in the study 
of metal chelate compounds. Such compounds appear in widely 
different fields from biochemistry to metallurgy, and any 
information obtained may have wide implications. A great 
deal of attention has been paid to the stability of these 
metal chelate compounds in both the thermodynamic sense and 
kinetically. Excellent reviews of the field are available in 
books by Kartell and Calvin (1) and Bailar (2). 
In this study attention will be centered in factors af­
fecting the thermodynamic stability of metal chelate compounds. 
These factors, as in most cases, can be conveniently placed 
in one of two categories. First, steric factors are directly 
or indirectly related to non-bonding interactions between 
neighboring parts of a molecule or, more simply, factors 
which occur because two parts of a molecule cannot occupy the 
same space at the same time. Secondly, "electronic" factors 
are usually accounted for by electrostatic and electron de-
localization considerations when steric effects may be counted 
as essentially negligible. The category of the present ef­
fort is that of "electronic" effects. 
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The most suitable way In which to study electronic ef­
fects is to carry out experiments in such a way that steric 
effects can be assumed essentially constant, in this case, 
metal chelates of a series of symetrically substituted 
dibenzoylmethanes were studied. Thus steric factors at the 
functional group of the molecule were kept essentially 
constant by keeping the substituents in the meta and para 
positions of the phenyl rings. Use of substituted aromatic 
compounds as a means of studying electronic factors has the 
further advantage of being amenable to treatment by Hammett's 
(3) relationship. 
The Hammett correlation for substituted aromatic com­
pounds is of the form 
log -j~- - H 
o 
where kQ is a rate or equilibrium constant cf the unsubstituted 
compound, k is the rate or equilibrium constant of the 
substituted compound, é is a constant which is characteristic 
of a given substituent, and f is a constant which is 
dependent on the type of reaction under investigation. The 
f values are chosen by assuming a f value of one for the 
acid dissociation constants of substituted benzoic acids in 
aqueous solution. The value of 6 may be considered to be a 
measure of the sensitivity of a reaction to substituent 
effects. As a first approximation, it may be assumed that 
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the sensitivity of a reaction to substituent effects can be 
interpreted electrostatically in terms of the interaction of 
the substituent dipoles with the change in the charge in the 
neighborhood of the functional group during a reaction. In 
the case of metal chelates of substituted dibenzoylmethanea, 
it would be expected that the value will reflect the charge 
distribution across the metal-oxygen bonds. It would be 
expected, for example, that metals forming more covalent 
bonds would have a smaller ~f value than those metals which 
form more ionic complexes. It is proposed, therefore, to 
measure the / values for some different divalent metals and 
compare them with our previous notions about their 
respective bonding characteristics. Of particular interest 
would be deviations of the p-methoxy substituents from a 
Hammett correlation. Such a deviation could be taken as 
indicating a significant degree of covalent character in the 
metal chelate bond because of possible contributions of 
structures such as 
0 0 
CH50 OCH5 
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Experime ntal 
The stability constants of the chelates of Be, Mg, Go, 
Ni, Ou, and Zn were measured using the method of Bjerrum (4). 
Because of the lack of solubility of the metal chelates in 
water, 75 per cent by volume dioxan-water was used as a 
solvent medium. This solvent, although greatly enhancing 
the solubility of the metal chelates, still allows suitably 
reproducible potentiometric measurements of hydrogen ion 
concentrations. 
Materials 
The preparation of the chelating agents, p-MeO, p-Me, 
m-MeO, m-Ivie, p-01, and the unsubstituted dibensoylrnethanes 
has been described previously. 
The metal perchlorates were obtained from G. F. Smith 
Go. and were used without further purification. Beryllium 
nitrate was furnished by Dr. D. S. Martin. Potassium 
perchlorate was re crystallized from water to which a very 
small amount of potassium hydroxide was added. 
Dioxan was purified according to the method of Fieser (6) 
and stored over sodium. Shortly before use the dioxan was 
refluxed until the sodium appeared bright, and the required 
amount of dioxan was distilled off. This procedure was used 
to eliminate noticeable amounts of acid which probably was 
formed by hydrolysis of an oxidation production of the dioxan. 
5 
Carbonate free 0.5 N potassium hydroxide solution was 
prepared by allowing a suitable amount of potassium to react 
with isopropyl alcohol under a nitrogen atmosphere and 
diluting with water to the proper volume» 
Method and apparatus 
The titration vessel used was a double walled beaker of 
about 260 ml. capacity fitted with an inlet and an outlet to 
the outer jacket. This outer jacket was connected with a 
pump which circulated water from a constant temperature bath 
of 85° C. through it. The top of the vessel was covered with 
a large rubber stopper fitted with Beckman glass and calomel 
electrodes, an air powered stirring motor, an inlet tube for 
nitrogen, and a tube fbr the addition of the titrant which 
was arranged so that it projected just below the surface of 
the solution in the vessel. 
The potentials across the calomel and glass electrodes 
were measured with a Beckman model G pH meter. All parts of 
the apparatus were grounded to the same potential including 
the water in the water bath. At the time of a measurement, 
all electrical apparatus in the neighborhood of the titration 
vessel were shut off. 
Calibration of the pH meter to measure log 
The pH scale of the pH meter was used for all measure­
ments since it Is necessary to go through zero millvolts during 
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most titrations and this would require switching from the • 
to the - «v, scale, which apparently do not match up exactly 
on the meter used. An additional advantage of the pH scale 
is that with the temperature compensator set at 25° C, 
changes in potential are read directly in units of log 
All that need be determined is an additive constant which 
relates scale reading to log • With the zero adjusting 
knob turned to the counter-clockwise limit the scale reading 
for an aqueous buffer of pH 7 was observed. This reading 
was recorded and any variation of it before and after a 
titration was taken to indicate a change in the condition of 
the electrodes. 
The variation in this reading over a large period of time 
was negligible. The additive constant for the meter and 
electrodes used was determined by comparison of pH meter 
scale readings with known concentrations of perchloric acid 
in 75 per (tent dioxan-water solutions, The range of per­
chloric acid concentration was between 0.0001 and 0.1 N. All 
solutions were 0.05 N in potassium perchlorate. The plot of 
log /jL27 versus pH meter scale reading was essentially linear 
with a slope of one. The scale constant for the meter was 
found to be 1.25 - 0.05. A similar process was carried out 
with solutions of known concentrations of potassium hydroxj.de. 
Using the scale constant of 1.25 the negative logarithm of 
the ion product of 75 per cent dioxan-water 0.05 N in KCIO^ 
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was calculated to be about 16.9. This is a very reasonable 
value (7, p. 581). The reproducibility of this value was 
taken as indication of the purity of the dioxan. 
Stability of the potentials 
No great difficulty was involved in obtaining stable 
potentials in a fairly well buffered solution when suitable 
precautions were taken to ground the apparatus. The only 
time drifting potentials were observed was in the neighbor­
hood of a sharp end point where buffering is slight. Th.',s 
introduces no great error since values of the potential at 
these points are not critical to the calculation of the 
equilibrium constants. 
Measurements of stability constants 
Suitable volumes of stock solutions of metal perchlorates 
in water and the chelating agent in dioxan were diluted with 
enough water and dioxan to form 98.5 ml. of a solution about 
0.0005 M in metal ion and 0.002 M in chelating agent in 75 
per cent by volume dioxan-water. Enough solid potassium 
perchlorate was added to make the solution 0.05 N in KCIO^. 
The volume 98.5 ml. is obtained when 25 ml. of water and 75 
ml. of dioxan are combined. No measurable deviation from 
this value is observed in the presence of dissolved salts. 
The solution * s titrated with approximately 0.05 N KOH in 75 
per cent dioxan-water. 
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Calculation of stability constants 
The method used to calculate the formation function is 
identical to that illustrated by Martel1 and Calvin (1, p. 
87). The formation function values for a given titration are 
plotted versus the logarithm of the concentration of the 
chelating agent anion. A first approximation to the value 
of the pKs for the stability of the complexes is given by 
the value of the logarithm of the chelating agent anion 
which corresponds to a value of the formation function of 0,5 
for the first step of chelation and a value of 1.5 for the 
second step. These approximate values are refined by means 
of the convergence relationship reported by Von Uitert, e_t 
al. (8) . The refined values are given in Table 1. 
The products of the first and second equilibrium 
constant were compared with the equilibrium constant of the 
overall reaction which is obtained from the value of the 
logarithm of the chelating agent anion concentration that 
corresponds to a value of the formation function of one. 
This comparison was used as a check on the internal consisten­
cy of the data. In any case in which the data did not check, 
and especially if it was not possible to experimentally 
observe all the constants as is the case of strong chelates, 
the formation of a species of KeMOK or the hydrolysis of the 
metal was suspected. In order to check the possibility of 
formation of KeMOH experiments were carried out in which the 
concentration of the chelating agent was varied while every-
9-10 
Table 1. Stability constant of substituted metal dibenzoyl-
methane 
p-0CH5 p-CHg H m-0GH3 p-Cl 
Ni 
% 
Zn 
pK 12.35 11.99 11.58 11.41 10.78 
a 
Be 
pK, 11.81 11.36 10.55a 10.71 10.62 
çK£ 10.59 10,46 9.93* 9.97 9.70 
^PK-^Kg 11.20 10.91 10.30* 10.34 10.16 
Co 
pKi 8.43 8.33 8.28 8.10 7.82 
pKg 7.45 7.63 7.45 7.35 7.15 
ipK^ 7.94 7.98 7.86 7.72 7.49 
Cu 
pKn 12.42 12.02 11.42 
pKg 10.00 — — - 9.83 9.86 — - — 
11.03 10.92 10.64 
Mg 
pK-, 6.54 6.48 6.39 6.27 6.06 
pK£ 5.22 5.28 5.19 5.25 5.17 
ipK]Kg 5.89 5.88 5.79 5.76 5.62 
8.90 8.91 8.76 8.99 8.33 
pKjij 7.52 7.52 7.56 7.96 7.31 
ipggKg 8.21 8.21 8.15 8.48 7.82 
pK. - 8.39 8.20 8.05 8.01 7.62 
pKg 7.32 7.07 7.02 7.08 6.79 
ipKiK2 7.82 7.64 7.54 7.54 7.21 
& 
Equilibrium possibly not established. 
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thing else was kept constant. Any large variation in the 
calculated constants under these conditions was taken as 
indication of formation of a species other than those taken 
into consideration in the calculation of the formation func­
tion. On this basis, for instance, data for lead were not 
included. 
Slow formation of the beryllium chelates 
It was observed during the titration of the beryllium 
chelates that the pH meter reading drifted for a time after 
the solutions are mixed and also after some increments of base 
were added. This behavior was established as being due to the 
slow formation of the beryllium chelate by observation of a 
change with time in the ultraviolet spectra between 390 and 
410 nyu. This experiment was carried out using a Beckman 
model DK-2 recording spectrophotometer. The difference in 
spectra between a 0.002 M solution of dibenzoylmethane in 75 
per cent dioxan-water and a like concentration of chelating 
agent plus 0.0005 M beryllium perchlorate and a small amount 
of KOH was recorded. No attempt was made to obtain quantitative 
data because the evaporation of solvent from the 1 mm. cells 
used was quite rapid. It could be ascertained, however, that 
the changes in spectra with time were definitely due to the 
slow formation of beryllium chelate. The constant recorded 
for beryllium are based on data recorded when the pH meter 
reading became relatively stable. This required variable 
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amounts of time depending on the extent of the titration and 
the chemical nature of the chelating agent used. The times 
ranged from several minutes to several hours. 
Spectrometric determination of stability constants 
It was hoped that a method could be developed for measur­
ing stability constants in those cases in which hydrolysis 
occurred to give either some metal hydroxide or hydroxy 
chelate, KeMOH. The difficulty encountered in obtaining ac­
curate stability constants when hydrolysis occurs arises 
from the fact that when suitable account is taken of the 
hydrolyzed species in Bjerrum's formation function, there is 
one more unknown than there are equations. Thus if it were 
possible to measure with sufficient accuracy one of the 
other species present in solution in addition to the hydrogen 
ion suitable account could be taken of the hydrolysis. 
Spectrometric methods were tried. 
The change in the ultraviolet spectra of the chelating 
agent with the extent of chelation was observed. The con­
centration of the chelating agent in 75 per cent dioxan-water 
was kept the same as that for the potentiometric measurements 
in order that comparable results might be obtained. The 
concentration of metal ion was varied. The difference in the 
spectra between chelating agent and chelating agent plus metal 
ion was obtained by placing the chelating agent in the refer­
ence cell and the chelating agent plus metal in the sample 
cell of the Beckman model DK-2 recording spectrophotometer, 
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and using the 0-200 scale. Cells of one mm. thickness had to 
be used because of the high absorbance of the chelating 
agent in the ultraviolet. The cell was capped to prevent 
excessive evaporation. Unfortunately the precision of this 
method was not as great as would be desired in order to 
utilize it in measuring the amount of hydrolysis which might 
occur. All that can be said Is that the spectrometrically 
determined chelation equilibrium constants are of the same 
order of magnitude as the values determined potentiometrical-
iy. 
A second spectrophotometry method was tried for the 
copper chelate of dibenzoylmethane based on the change with 
chelation in the visible spectra of copper ion in the region 
between 600 and 800 mp.. It was hoped that if the systems 
for the various copper chelates could be accurately analyzed, 
other metals could be observed by competition experiments. 
The experiment was carried out by making up a solution 
similar to that utilized in the potentiometric experiments on 
the copper dibenzoylmethane chelate except that no chelating 
agent was present initially. The spectrum of this solution 
with increasing amount of added chelating agent was observed 
by pipetting a suitable amount of the solution into a 10 cm. 
spectrophotometer cell after each addition of chelating agent. 
The solution in the cell was poured back into the main body 
of the solution after observation of its spectra for the next 
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addition of chelating agent. The small amounts of solution 
adhering to the sides of the cell were ignored. The con­
centration of chelating agent was varied from 0 to 0.002 M. 
The concentration of copper was kept constant at 0.0005 M. 
The pH meter reading of the solution was also recorded after 
each addition of chelating agent. When the addition of the 
chelating agent was completed, the solution was titrated with 
0.05 N KOH and in a manner similar to the above, the spectra 
and the pH meter reading was observed. 
Use of the pH meter data allows one to estimate from the 
earlier potentiometric data the degree of chelate formation 
and compare it with the spectra. It is observed that the 
absorption band of copper ion is shifted to shorter wave­
lengths as the degree of chelate formation increases to one. 
The extinction coefficient also increases in the monochelate 
specie3 over that of the hydrated cupric ion. Addition of 
KOH increased the degree of chelate formation to about 1.5. 
The spectrum was shifted still further toward shorter wave­
lengths and the extinction coefficient still further increased. 
Unfortunately the change s in spectrum with chelating agent 
concentration were not large enough to allow accurate estima­
tion of chelating constants directly from the spectral data. 
However, the value estimated from the data is of the right 
order of magnitude. Estimates were made of the extinction 
coefficients of the various species involved at 650 and 750 
mji, ignoring the possible hydro lysis products, by using 
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equilibrium constants calculated from the potentiometric 
data. These data are shown in Table 2. 
Discussion 
The variation in the sensitivity to substituent effects 
on the chelating molecule from metal to metal was not as large 
Table 2. Extinction coefficients of the copper dibenzoyl­
methane 
X 650 mfi 750 mjj. 
3.66 x 102 
3.89 x 102 
MA 
MAr 
1.88 x 10' 
6.12 x 10' 
as might be desired, the observed variation in several cases 
being only on the borderline of experimental uncertainty. 
In Figures 1 to 7 are plotted the stability constants for the 
various metal ions versus Hammett's sigma values. A best 
straight line is drawn. This line is drawn visually. No 
attempt was made to do a least squares treatment since several 
of the plots contain at least one point which deviates 
considerably and there are not enough points left to yield a 
more dependable value. The value of the slopes of these lines 
Figure 1. Acid association constant of di 
aroylmethanes versus £ . 
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Figure 3. Stability constants of cobalt 
diaroylmethanes versus g . 
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Figure 4« Stability constants of copper 
dlaroylmethanes versus g • 
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Figure 5. Stability constants of magnesium 
di aroylme thane s versus Q • 
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Figure 6» Stability constants of nickel 
dlaroylmethanes versus £ • 
27 
Figure 7. Stability constants of zinc 
diaroylmsthanes versus Q • 
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are given in Table 3. 
It can be seen that the expected correlation of rho 
value with the ionic-covalent character of the metal-chelate 
bond is not present. In particular, the value for magnesium 
is the lowest observed. I=t would be expected that magnesium 
should form a very ionic bond; one, therefore, would expect 
a larger rho value of the order of magnitude of that for the 
hydrogen chelate. This unexpected behavior can possibly be 
traced to 
Table 3. f values for stability of substituted metal 
dibenzoylmethan.es 
Metal PK 1 
pKr 
Be 
Ni 
Co 
Zn 
Mg 
H 
2.45 
1.57 
1.50 
1.25 
0.98 
2.63 
2.00 
0.48 
1.28 
0.98 
0.00 
2.08 
0.76 
1.25 
1.14 
0.45 
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one of three things, improper interpretation of the character 
of the hydrogen chelate, impropriety in comparing rho values 
of different metals due to lack of cancelling of specific 
effects such as solvation energies or, finally, systematic 
breakdown of the Hammett treatment» 
Evidence for the highly ionic character of the hydrogen 
chelate bond is quite convincing (5). Chief among this 
evidence is the very great similarity between the ultraviolet 
spectra of the hydrogen chelate and the enolate anion. It 
does not seem reasonable to attribute lack of the expected 
correlation to this cause. 
In order to examine the second possible reason for the 
lack of correlation between the values of Hammett rhos and 
the ionic-covalent character of the metal chelate bond, it 
will be profitable to separate the free energy terms involved 
into several parts. The free energy term related to the 
stability constant of a metal chelate as measured in solution 
we will label zvP(s). This free energy can be stated as the 
sum of terms involving the free energy of the reaction in the 
gas phase and the free energies of solvation of the species 
involved in the reaction. Thus 
4F(s) s AF(g) + A F m * AFk * AFmr 
where the last three terms represent the free energies of 
solvation of the metal ion, the chelating agent, and the prod­
32 
uct chelate, respectively. In the Hammett treatment, what 
is under observation is the difference between the free 
energy of formation of a chelate with some standard compound 
and the free energy of formation of a chelate in ifaich some 
relatively small modification in structure has been made. 
Thus 
(s) = (g) + xd.^FK + ^LdF^, 
The term A <ûF (s) is represent able by the product of two 
constants if a Hammett treatment is applicable» The term 
A *dF(g) representing the different in free energy changes 
in the gaseous phase is the tem upon which one would rely 
for a comparison of the Hammett rho values for different metal 
ions such as was proposed here with the expectation of 
obtaining information on the bond character of the metal 
chelate bonds. However, F(s) is the term observed experi­
mentally. Therefore, any interpretations of these data 
involving different metal ions requires that the term 
^LF.,„ be known or cancel out for two metals. Sufficient MIL 
data for the estimation of the free energies of solution of 
the metal chelates would not be impossible to obtain from 
solubility measurements. However, in the work presented here, 
it was assumed that the free energy of solution of different 
metal chelates were essentially the same for various metals 
ana thus the zWF term would be effectively zero. That 
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this is not necessarily the case can be seen by consideration 
of the first chelation step of a divalent metal in which the 
product still has a single positive charge. Since we know 
that the free metal ions vary considerably in their solvation 
energies, it would not be expected that replacement of a few 
solvent molecules by a chelating agent reduces this difference 
to an insignificant amount. Even in the case of the dichelate 
of a divalent met^l which is electrically neutral, there is 
evidence that the term is not the same for different 
metals. For instance, it is known that the nickel chelates 
of /^-diketones generally form solvates which are isolatable; 
on the other hand, the copper chelates are only rarely found 
as solvates. It is quite likely that the overall trends of 
the sensitivity of metals to substituent effects on the 
chelating agent molecule are greatly affected by considerations 
of the terms, so much so that it may completely mask 
the effects relating to the metal chelate bond type. 
One effect that should not be masked by the energy of 
solvation of the metal chelate is the expected deviation of 
the p-methoxy compounds from a linear Hammett plot in these 
cases in which a large amount of covalent bonding occurs, 
since, in this case, a comparison between different metals 
is not necessary. Examination of the plots of stability 
constant versus Hammett * s sigma values that several devia­
tions do indeed occur. One of the unexpected deviations is 
toe behavior of the m-methoxy compound in the casss of nickel 
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and zinc. It is observed that this deviation also occurs to 
some extent in the plot for the acid dissociation constants 
of the chelating agents. Further, if the acidity of the 
dibenzoylmethanes is plotted versus the acidity of substituted 
benzoic acids as measured in 75 per cent dioxan-water, it is 
observed that the p-methoxy derivative fits quite well. On 
this basis the deviation is possibly explainable in terms of 
a systematic change in the energy of solvation of the m-
methoxy group. More difficult to find a possible excuse for 
is the case of the p-methoxy substituent with cobalt. While 
deviations were looked for with this group, this deviation is 
in the opposite direction from that expected in that the 
formation constants are smaller than predicted by the Hammett 
relationship. It should be emphasized that these deviations 
cannot be associated with experimental errors, since in 
every case the same stock solutions of metal were used with 
each chelating agent, and the same stock solution of 
chelating agent was used with each metal. In addition, all 
the data for the points which deviate most strikingly are 
internally consistent, indicating that there is little likeli­
hood of any error due to the lack of accuracy in the hydrogen 
ion concentration measurements or to undetected precipitation 
of metal chelates* 
Filially, it should be mentioned that the only systematic 
trend in the apparent rho values is a correlation with the 
order of magnitude of the stability. Smaller stability 
35 a 
constants reflect a smaller sensitivity to substituent effects. 
This behavior might possibly be taken to indicate that 
the Hammett plot are not straight lines but are curved. The 
relatively small effects which cause the scatter of experi­
mental points could readily hide such an effect. Equally 
possible may be the occurrence of a solvation effect similar 
to that discussed above which parallels the stability of the 
chelates. 
35b 
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PART n. FURTHER RELATIONSHIPS IN THE GRUNWALD 
TREATMENT OF ACID-BASE EQUILIBRIA IN HYDROXÏLIC 
SOLVENTS 
Introduction 
The problem under consideration is an attempt to 
establish a quantitative relationship among the basicities of 
a series of compounds. Such a problem is trivial in the case 
in which all of the compound s of interest cnn be observed in 
the same medium. However, it frequently occurs that consider­
ations of solubility and leveling effect of a solvent mako it 
difficult or impossible to carry out suitable experiments. 
In these cases the experimenter's only recourse generally 
has been to find a more suitable solvent. In this manner 
one can only hope at best to find qualitative relationships 
among the basicities of a series of compounds if it be 
impossible to measure the basicities of all the compounds in 
the same solvent. In general, one can not even be sure that 
the order of relative basicities will not be changed on 
changing solvents. It would be very desirable, therefore, if 
in some way it were found possible to relate the basicities 
of compounds to some common reference state, together with 
the relationships which would make it possible to calculate 
the basicities in various other solvents. Two attempts at 
establishing such a relationship for at least a limited series 
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of solvents will be mentioned here; that of Harrmett (1) for 
strong acid solutions and that of Gutebezahl and Grunwald 
(2) for hydroxylie and mixed hydroxylie solvents. 
In 1932 Hammett and Deyrup (3) and Hammett and Paul (4) 
carried out a spectrometric study of the ratio of concentra­
tions of neutral indicator bases to the concentrations of 
their conjugate acids when the bases were dissolved in a 
mixture of water and a strong acid, chiefly sulfuric. On 
the basin of these studied they concluded that the ratio of 
activity coefficients of tho ase and Its a ci - in 
i2.ccpcr.dent of the base, and it was tacitly assumed also 
independent of the solvent components. This extended the 
range of possibilities of measuring the basicities of com­
pounds too weakly basic- to be measured in water because of 
the leveling effect of that solvent. If it is assumed that 
the ratio is a constant then it is possible to define for a 
solvent an acidity function, which they denote by K°, which 
is in a sense a measure of the proton donating ability of 
that solvent with respect to the pH scale in water. 
Grunwald and Winstein (5) observed for certain solvents 
a property of solvents reminiscent of that for which we seek. 
They found that the rates of solvolysis of a number of com­
pounds could be correlated by the relationship; 
log = mY 
k 
o 
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where in k is the rate of some standard reaction under some 
standard conditions of temperature and solvent, m is a con­
stant depending only on the compound undergoing reaction and 
Y is a constant which is a function of the solvent related to 
the solvating power of the solvent. This observation sug­
gested a possible similar treatment for equilibrium reactions. 
Gutebezahl and Grunwald (2) indeed found that acid-base 
equilibria in a number of pure and nixed hydroxylie solvents 
could be treated by similar relationship. Grunwald's treat­
ment, together with the Debye-Huckel limiting law, allows one 
to calculate concentration ionization constants of numerous 
acids and bases in these media. A quantity denoted by log f^ 
is also obtained by Grunwald which is a function of the 
solvent medium and is again in a sense a measure of the solvents' 
acidic properties. Since log fg and H° purport to be measures 
of the same property, we have attempted to develop the 
relationship between these two parameters. 
Discussion of the Significance of the Grunwald 
Activity Postulate 
Grunwald's treatment of acid-base equilibria in mixed 
hydroxy lie solvents involves the use of an extra-thermodynamic 
assumption, namely: 
log £b_ = mRY (1) 
fnu B S 
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where fg and are the degenerate activity coefficients of 
a base and its conjugate acid, respectively. The f's are 
called degenerate because they are concentration independent. 
They are related to the free energy difference between dif­
ferent possible reference states. In this case they represent 
the difference in molar free energy between the reference 
state of an infinitely dilute solution in any solvent, S, and 
infinitely dilute solution of the same solute in water. Thus 
they are a function of solvent composition. The constant Yg 
in ^ nation 1 is also a function of solvent composition. It 
is called the solvent power of solvent s. Ideally Yg should 
be independent of the choice of base B and depend only on the 
solvent. However, it is found that Y is also dependent on 
the charge type of the base. Since we will be interested in 
only two types of base here, namely, neutral and singly 
negatively charged bases, no great loss of generality is 
involved. The constant nig is as its subscript implies a 
function of the base B only. That is, it is a measure of the 
sensitivity of base B to changes in solvent power Yg. 
By utilization of this "activity postulate" Grunwald 
has derived further functions of the solvent which might be 
considered a measured part of its relative basicity, naaely 
log fH * APKg * iigYg (2) 
The term APKg is given by 
39 b 
4PKg = pKg5 - PKBW (3) 
5 W 
where pKg and pKfi are the thermodynamic pKls for the acid 
dissociation of BH as measured in solvent S and water, 
respectively. Thus log fg can also be written 
« 
log fg S log &E - log aH (4) 
Where a0 is the proton activity relative to infinite dilution 
* 
in water and a^ is the proton activity with respect to 
solvent S. 
Once given log f^ one can define a further function to 
the solvent, log f0jj> w^icJa represents the relative acidity 
of the solvent from the relation 
pKS - pKW = log fR - log fQH (5) 
where the pK's now represent the autoprotolysis constants of 
solvent S and water, respectively. The term log f^ can not 
be as conveniently expressed as log f^ is in Equation 4. 
However, the expression 
log f0H = log aQH - log as.* (6) 
can be satisfactory if it is remembered that S ions may be 
partly composed of OH ions in a mixed solvent. A similar 
restriction applies to Equation 4 when one recognizes that 
the proton is not free but attached to some other species, 
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thus Equation 4 becomes 
log fg z log aUgO+ " asH* 
Grunwald has tabulated experimental values of both log 
fg and log fyH derived from measured values of the parameters 
m and Y for a large number of neutral and negatively charged 
bases in various water-ethanol mixtures. The question arises 
as to whether or not these data can be represented by m values 
for water and ethanol together with the already measured Y 
values. To illustrate the problem further, consider that the 
ionization constants of bases in some solvent define proton 
levels for that solvent in terms of free energy. The capacity 
of a level for protons is of course a function of a concentra­
tion of the base. This treatment is quite similar to that 
of Gurney (6). Solvents, therefore, have associated with 
them basicity scales which are generally treated as being 
independent of each other. However, adoption of Grunwald1 s 
activity postulate allows one to relate in a definite manner 
basicity scales of different solvents. Illustrated 
schematically in Figure 8 are the basicity scales of water and 
ethanol for different bases A and B~ which are represented by 
the vertical lines at each side of the diagram. The activity 
postulate allows one to determine the levels of bases A and 
B~ in water-ethanol mixtures as a function of composition of 
the solvent and is illustrated by the dotted lines connecting 
the two scales. Since the Y values are a monotonie function 
o 
Figure 8. Proton levels versus mole fraction 
ethanol. 
42 
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of the composition the mole fraction abscissa can be replaced 
by one of an appropriate Y scale in which case the dotted 
curves would become straight lines, the slope of which is 
equal to appropriate m values. It will be shown that it is 
possible to obtain m values for the solvent molecules as 
well as for other bases as is illustrated by the levels 
indicated for HgO, 0H~, EtOH, and EtO~. This will be ac­
complished by observing what relationship these m values have 
to Grunwald1 s log fg and log f qH functions. In order to do 
this a somewhat different notation will be introduced. In 
particular, this notation should be such that it centers 
attention on the free energy changes involved in the various 
equilibria under consideration. 
Consider a reaction 
for the transfer of proton between bases Q, and R of an un­
specified charge type. Associated with such a reaction is a 
standard free energy change given by 
where pK is the negative log of the thermodynamic equilibrium 
constant for reaction 8 as measured in some solvent S. 
The subscript of u, therefore, indicates the solvent with 
QH 4 R = Q • RH (8) 
UgH(Q,R) = 2.3 RT pK = -2.3 RT log aQ.aRH 
aQHaR 
(9) 
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which we are concerned. The order of the terms within the 
brackets associated with u denote the direction of the re­
action, i.e., the transfer of one mole of protons from one 
mole of Q# to one mole of R. It will be convenient to split 
the left side of Equation 9 into tv/o terms as follows; 
UgH(Q,R) » Ugg(Q) - UsH(R) r -2.3 RT ( log - log 
aQH 
ÎR 
aRH / (10) 
This corresponds to splitting the expression for the pK of 
reaction 8 into the two terms 
pK = -log ÎSL + log (11) 
aRH 
•jj. 
We now define a function Ug (Q.) such that for any base Q, 
Ush*(Q) = Ugg(Q) - uw (Q.) (12) 
where subscript S again refers to some solvent S and w denote 
-3$-
water as reference solvent. It is seen that Ug (Q) cor­
responds, except for the factor 2.3 RT, to the log of the 
degenerate activity coefficient ratio given in Equation 1. 
Thus Grunwald1s activity postulate becomes, 
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We now define a function oL __ so that 
Sn 
s u^ (HgO) - Ugjj(SH) (14) 
The last term in this expression is 
# 
ugH(SH) = -2.3 RT log aSH^ (15) 
aSH^ 
where the activities aro referred to solvent S. The function 
Sjj is related to Grunwald ' s log fy by 
102 fH » » 106 aHgQ - log asHe (16) 
in which ajjgQ is referred to water and is referred to 
solvent s. Similarly, we define a function /^gjj such that 
4%, = ".I011) " Vs"1 <17) 
where 
* 
USH(S") - -2.3 RT log (18) 
&SH 
This function is related to Grunwald's log f^g by the relation 
log f0H 3 ^ SH * log aHpO ~ log aSH 
2.3 RT a 
The difference in standard free energy changes for the re­
action 
QH » SH = Q * SHg* (20) 
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as measured in solvent s and water can then be written 
utilizing Equations 10, 12, 13, and 14 
UgH ( Q )  s  UgH(Q,SH) - uw(Q,HgO) (21) 
= ugg(Q) - u^(Q) - UgH(SH) • uw(Hg0) 
= USH*^ * * SH 
= "2-5 RT VsH " °SiH 
which is thus related to Equation 2 by a factor of 2.3 RT 
( 4 PK = log fH • mQYSH) 
Let us examine more closely the function o*. . Adding 
the term -u^(HgO, SH) to both sides of Equation 14 
°^ s " 
uw(H20' SH) * %(HgO) - uSH(SH) - u^fHgO, SH) (22) 
r u^(HgO) - UgH(SH) - u^(HgO) • u^(SH) 
- ~ 
USH 
If solvent S is a pure compound one obtains 
<Xg = 2.3 RT «SHYSH° * uw(H2°» SH) (23) 
If solvent S is a mixture, Equation 13 cannot be used since 
we could not expect to find a suitable constant value for 
mSH* 
* 
In this case Ugg (SH) is a more complicated function which 
will be derived farther on. If one adds and then subtracts 
the term Ugg(HgO) on the right side of Equation 14, which 
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defines o^, one obtains o 
" Ugg(SH) • uSH(HgO) - uf)fi(HgO) (24) 
- 
USH ^H2°^ * USH^^2^* SH^ 
= 2-S » -HsoV * USH(H2°* SH) 
It is seen that this relationship is valid regardless of 
whether or not S is a pure compound or a mixture. Similar 
relations exist for the function AOXJ. Thus Sii 
^SH " ~ USH^(S_) + S") (25) 
and for pure solvent S 
/?SH = 2.3 RT ms_Y™K • uw(OH", S") (26) 
Further 
^SH = " "s/1011"' * USH(0H"' S"> (27) 
• BI * USH(0H'' S~> 
It should be noticed that the set of Y ^ values in the 
SH 
relation for lis not the same as the set of Y~ values for 
SH 
the $ relation, but differ because the charge type of the 
base in question is different* 
The problem now ie to write an expression for standard 
free energy change of reaction 
HgO • S~ = OH" • SH (28) 
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O 
and 
H30f  * SH - HgO + SHg* (29) 
as measured in mixed solvent S such that said expression is 
a function of the m values of the solvent components, Y, and 
other readily measured or derivable quantities. These 
expressions then can be inserted into Equations 24 and 27 to 
obtain relations for comparison with Grunwald»s data» This 
problem will be attacked by utilizing the fact that the molar 
free energy of a mixture can be considered as the sum of the 
contributions of each constituent. 
Fq is the standard molar free energy of substance Q, in 
a reference state of infinite dilute solution in solvent SH. 
However, if Q, is a constituent of the solvent, F^ is the free 
energy per mole of Q at its particular concentration; thus 
it is the partial molar free energy of Q. 
The standard free energy changes of reactions 28 and 29 
where solvent S is a pure compound, EH, is thus 
When solvent s is a mixture of water and EH containing Xg mole 
fraction of EH, the standard molar free energy of solvent S is 
UEH^0H » E ) = F0H" + FEH ~ FHgO" PE~ (30) 
and 
UJ.GTHGO, EH) = F%0 R - F^. - F^ (31) 
(32) 
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This is true, of course, only when ionization of either of 
the components does not appreciably alter the composition of 
undissociated solvent. This would not be true, for instance, 
if EH was a strong acid because very few solvent molecules 
would consist of undissociated EH. In other words, the 
ratio of Xp, to must be effectively the same after EH is 
mixed with water as it was before they were mixed. The case 
of the standard molar free energy of S~ and SHg ion is not 
quite as simple. In general, we cannot expect that the ratio 
of E~ to OH™ ions will be the same as the composition of the 
bulk solvent. In whatever volume is required, one mole of 
solvent anion (i.e., E~ * 0H~ * Avogadro's number) will 
contain more or less than mole fraction OH*" ions. If we 
represent the composition of one mole of solvent anion as 
being made of X^* 0H~ ions and X^-aE™ ions we may write 
A similar expression can be written for the solvent cation 
V ~ FOKT * *E FE~ (33) 
FSHg* " FH30* * ^E FEHg* 
(34) 
where X^ and Xg^ make up the composition of solvent cation. 
If p is the difference between X^e and X^, then 
V • xw * p 
(35) 
and since 
so 
X» + = 1 
Xw • Xg = 1 
then 
%E* = %E - P 
Similarly, if a is the difference between X^° and X^ then 
Xw° " ^  • q (36) 
XE * ^  q 
Thus Equations 33 and 54 become Equations 37 and 38 which 
define Fg- and psHg+ 
FS. = (X* * P) FOH- • <*E " P)PE- (S?) 
and 
PSHBT 3 (XW * Q) FH30* * (XE " Q) PEHG* <38) 
Thus the expression for the standard free energy change of 
reaction 28 for a mixed solvent becomes 
UgH(OH , S ) a Fqh_ + " FH20 " " P^FOiT 
(Xg - p)FE- (39) 
- 
XE'POH" + PBH " PHGO " PE"' " P'P0H " PE"' 
= VSH(0H* E"> - P(P0H- V 
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However, adding and subtracting Fgg and F^0 and using 
Equation 30 
uSH(0H", S") « (XE - p) uSH(0H", E") * p(FEH - PHGQ) (40) 
This relationship merely states that the standard free 
energy for the transfer of proton from 0H~ to S" is propor­
tional to the number of E~ ions in the medium times the dif­
ference between the molar free energies of 0H~ and E~ plus a 
term for the difference between the free energies of the 
solvent constituents. 
By a similar treatment, it can be seen that 
uSH(H20' SH) ' (XB ' »> uSH(B20' EH) " »<FEH " FHg0) (41) 
Substituting these relations into Equations 24 and 27 one 
obtains 
= ~ uSH' (^2^) * ^E " ^  USH^2®* ~ ^^FEH 
PHgO^ (^S) 
and 
4 s - USH#(0H) * (XB " P) uSH(0H~' E") * P<PEH - FH20) (43) 
Utilizing the relationships, 
UGH^^S®» EH) - UY^(HGO, EH) a Ugg(HGO) - U^(HGO) - Ugg(EH) * 
%(EH) (44) 
z usH (%0) ~ USH (BH) 
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and, 
ugH(OH~, e~) - a") r ugH(OH) - ugH(E) • (E) (45) 
r uSH*(OH) - uSH(E~) 
Equations 41 and 42 become 
*s = -Ugg^(HgO) T (X$ - q) (UsH*HgO) - uSH*(EH) » (46) 
V22°. EH) - q(PEH - P^g) 
= (x^ + q) UgH*(HgO) - (Xg - q) Ug%*(EH) • (Xg - q) 
^(HgO, EH) - q(PEH - P%0) 
and 
= - (% • P) usg4r(°H) - (xB - P) uSH*(E") • (Xg - p) 
VOH", E") • p(PEH- FH20) (47) 
Except for the values of p and q, we now have and 
s s 
expressed in terms of measures of derivable quantities. The 
quantities uSg( HgO, EH) and UgH(OH , E ) are such derivable 
quantities and also in principle at least are measurable. 
The quantities q and p are related to these functions. Thus, 
g 
uSH(H2°, EH) - 2.3 RT pK4Q (48) 
SH 
where pK^g is related to the reaction, 
HgO1- + EH . HgO + EHg* (49) 
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as measurable in solvent SH and 
uSH(OH~, E~) = 2.3 RT pK5()S (50) 
SH 
where pK^ is related to the reaction, 
HgO * E~ - OH" • EH (51) 
as measured in solvent SH. But, under conditions such that 
°w : % 
K48W , Xw'Xe " q) (52) 
and 
Xg(Xw • q) 
» = yxw . P) (53) 
Thus 
and 
- p) 
.. w- -
XEK48 * 
p _ xE%(K50W " 
h 4 Vso™ 
If these relations are valid we should be able to derive 
suitable m values for water and ethanol, using Grunwald1 s data 
for this system. After dividing through by the factor 2.3 RT 
Equation 45 can be written 
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A •  -  W  =  ^ V .  
xE - q 
PK48W (56) 
w 
where pK^Q is associated with reaction 49 as measured in 
water. Similarly Equation 47 can be written 
- a  . p(Peh - pHa0) , 
2.3 RT - 0H SH 
2.3 RT 
*E " P 
= ("OH - mE>YSH 
PK60W (57) 
where pK» la associated with reaction 51 as measured in 
water. It can be seen that the right hand side of Equation 
SH 
56 is equal to pK.Q since from Equation 43 
48 
uSH(H2°, EH) - uSH*(HgO) - uSH*(EH) * u^HgO, EH) 
pK48 " (™EH " mH20^YSH° * pK48 (^8) 
O TT 
Similarly, the right side of Equation 57 is equal to - pKgQ 
since from Equation 45 
u (0H~, B") = uSH*(OH) - uSH*(E) • uw(OH~, E~) SH 
"PK5qS ~ (m0H " mE~^^SH " PK50 <59) 
55 
O 
Solution for the Solvent "m" Values 
Utilizing Equations 58 and 54, Equation 56 can be 
written in the fonn 
a = (bz + c) 10 Z (61) 
where 
^5- X™ «• X_X_ (PEH - PHgO> . 
a  
-  '  % - 8  R I— -
0 
b ». xE 
°=27rir *« * XEXW<FEL RR' * XBMBHÏSH° 
s 
Z s pK46 
Utilizing Equations 59 and 55, Equation 57 can be 
written in the form 
a' « b z t c'lO (62) 
where 
a 
~ 2.3 RT Xb ~ XEXW ^ H2°^ • X^0HYSH 
2.3 RT 
b' = X, 
•E 
° 
= 2 3 RT XW ~ XEXW ^EH H2°^ ~ XE™0H^SH 
2.3 RT 
= - PK50S 
56 
3 —Q 
The functions ^ and g- 5 ^  are obtained from 
Grunwald's data and Equations 16 and 19. This is possible 
since in each case the applicable activity coefficients are 
equal to one. Therefore, one need only to calculate molar 
concentration of solvent form density data and the relation 
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1000 d (62) 
SH 13Xyy • 46Xe 
These data are given in Table 4. 
The function FEH~FH20 obtained from the standard 
free energy of formation of pure ethanol and water from their 
elements, together with activity coefficients obtained from 
vapor pressure measurements according to the usual relations 
PEH 5 PEH° * 2,3 RT l0g (63) 
PHgO * FH20° * 2.S RT log (64) 
These data are tabulated in Table 5. 
The data in Tables 4 and 5 can be utilized to calculate 
the parameters and mEH from Equation 60 subject to the 
restriction that 
2 = (mEH " mHgO^YS * " ™EH (65) 
where X- is the value of , • for pure ethanol. This is so 
^ 2*5 RT 
since Grunwald chose Yg0 s 1 for pure ethanol. Therefore, in 
Table 4. Data for calculation of c< and/6 
Wt. % EtOH 0 20 35 50 65 80 100 
XE , 
d"/25 0 
0 
.9971 
0.091 
0.9664 
0.177 
0.9415 
0.286 
0.9099 
0.426 
0.8753 
0.615 
0.8391 
1.000 
0.7851 
°SH 55 .4 47.0 41.0 35.0 29.2 23.8 17.1 
lo® °SH 1 .744 1.682 1.613 1.544 1.466 1.377 1.232 
108 CH20 - y°g 
SH 0 0.062 0.131 0.210 0.278 0.367 0.512 
Y02 0 0.057 0.136 0.266 0.379 0.570 1.000 
-Y"2 0 0.349 0.596 0.816 0.924 0.964 1.000 
log fH2 0 0.01 0.04 0.25 0.54 1.15 4.71 
^ "on" 
0 0.32 0.53 0.63 0.75 0.76 0.80 
o*-/2.3 RT 0 -0.052 -0.091 0.050 0.262 0.783 4.20 
- X^/2.3 RT 0 0.258 0.399 0.430 0.472 0.393 0.288 
^•Density data taken from International Critical Tables. McGraw-Hill Book 
Company, Inc. New York, N. Y. Vol. 3, p. 117» 1933. (9) 
2 B. Gutebezahl and E. Grunwald. J. Am. Chem. Soc. 75: 565. 1953. ( 2 )  
Table 6. Data for Equations 60 and 61 
Wt. % EtOH 0 20 55 50 65 80 100 
LOE VEH - LOE YY 0. 576 0.471 0.351 0.295 0.015 -0.171 -0.559 
FEH° - FH20/2'3 RT " 
log y EH - log VW2 8. 977 8.872 8.752 9.696 8.416 8.230 8.022 
a * XW°H20Y 0 0.687 1.104 1.811 2.206 2.251 0 
0 " XEH°1H20Y 0 0.759 1.290 1.761 1.945 1.468 —-
a' " XEHm0HY 0 -0.710 -1.205 -1.652 -1.867 -1.710 
— — — 
c1 + XwmQHY 0 -0.970 -1.605 -2.082 -2.508 -2.100 0 
^Activity data taken from R. S. Hansen and P. Miller. J. Phys, Chem. 58; 193. 
1954. (10) 
2 
International Critical Tables. McGraw-Hill Book Company, Inc. New York, N. Y. 
1953. (9) 
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pure ethanol Equation 23 becomes 
1 3 mEH * pK48 (66) 
Substitution of this relation into the right hand side of 
Equation 56 which is equal to z gives Equation 65. Similar­
ly, Equation 61 can be solved subject to the restriction 
z' • (mQH - mE)Ys~ - (67) 
where is the value of for P1076 ethanol, since Yg~ 
was chosen equal to minus one by Grunwald for pure ethanol. 
Thus Equation 26 becomes 
1 - "™E * pK50 (G8) 
Substitution of this relation into the right side of Equation 
57 which is equal to z' gives Equation 67. 
The actual process used to solve the above expression 
was to solve Equation 60 for z with various arbitrary choices 
of nijj2o* This data is tabulated in Table 6 and plotted in 
Figure 9 at each mole fraction of ethanol. In Figure 10 are 
plotted values of z versus Yg for each arbitrary choice of 
mjjgo* According to the restraint 65, this plot should be a 
straight line for proper choice of mjjg0* addition, the 
intercept at Y s 1 must be equal to ^ - m . Except for 
1 HgO 
the point of Xg z 0,091, this holds quite well for a value of 
my Q equal to something slightly less than 3.9, Also, the 
intercept on Y = 0 should be equal to - m^. Thus is 
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also about 3.9. 
A similar treatment was carried out for Equation 61. 
The data are given in Table 7 and plotted in Figures 11 and 
12. A value of mgg a*>cut equal to 0.32 quite adequately fits 
the requirements and m^ is about equal to 0.43. 
A More General Treatment 
In general the assumption involved in writing Equation 
32 will not be valid. We can define a quantity r in a manner 
similar to the definitions of p and q, thus 
Fsh = (X, • r)FH20 » (Xg - DFeh (69) 
With this relation one can treat mixtures of water and strong 
or relatively strong acids. 
It is also desirable to treat solutions of strong acids 
in mixed solvents. In order to do this, equations for and 
must be obtained for at least three components. This is 
done in the Appendix, where the general case or n components 
in the solvent is treated together with considerations 
mentioned above about ionization of the solvent. The treat­
ment follows the same pattern as given previously for binary 
roixtures. One obtains for eL and the relations 
cA a -ush*(H20) » J(Xi * q±) / ugg*(HgO) - ugg'^H) » 
Uw(H20, QjHlJ - J(ri - qjiF^H (70) 
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Table 7. Values of z'D for various values °r m0H 
XE .091 .177 .286 .426 .615 
m0H 
t 
z 
i 
z 
t 
z 
1 
z z* 
m0H 3 0 -.143 -.129 .109 -.102 -.106 
m0H 3 
o
 
M
 
-.126 -.115 .089 -.081 -.079 
m0H " 0.2 
-.109 —.096 — .068 -.060 -.052 
m0H ~ 0.3 -.090 -.078 .048 -.038 -.026 
*0S = 0.4 -.070 -.057 .027 -.017 — .001 
m0H ~ 0.5 -.051 —.036 — .007 + .005 + .024 
m0H ~ 0,6 -.051 -.017 +.016 +.026 +.048 
Figure 11. z1 versus 
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and 
â- - «sa(m" • 2(xi " pi' lush#(oh) " ush#<9i") * 
uw(oh~, q1") J(r1 - Pl) f (71) 
where the q^, p^, and r^ are subject to the restrictions. 
Ethanol-Water-Strong Acid Solution 
Let us now utilize the above equation to examine the 
case of a ternary mixture of water, ethanol, and a relative­
ly small concentration of strong acid. The later specifica­
tion is made so that one will not be too far from the range 
in which calculation of ionic activity coefficients can be 
made by the Debye-Huckel laws, as may be necessary in 
calculating the quantities q^, p^, and r^. The following ap­
proximations can be made 
- (rE - r„) r rA XA 
" (lB * qW) " qA - " XA 
- (pe + p.) = pr «xg • x* 
The first states that virtually all of the strong acid AH 
added to the mixture ionizes. The second states that no 
species AHg+ is formed, and the last states that virtually all 
of the anions in solution are A" ions. Equation 70 can then 
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be written 
" uSH*(H20) + (XE * qE} " Ug^tEH) • 
%(HgO, EH) -  (rw - q)Pg^Q -
(rE " qE^FEH 
However, from Equation 73 
(rE * = (qE * (?5) 
or 
(rE " qE^ r ~ (rW ~ 
Thus Equation 74 becomes 
tLs " USH (^2®) * (Xg * Qg) ugjj (HgO) - Ugg (EH) • u^(HgO, EH/ 
* ( rW ~ qW> (PEH ~ PHgO^ (76) 
It is seen that this expression is essentially the same as 
Equation 46 except that -q is replaced by •* q^ in the second 
term, and -q is replaced by (rw - Q^) in the last term. In 
general, for relatively dilute solutions of strong acid 
(rW " qE q 30 that Equation 76 is essentially 
the same as Equation 46. For example, for a 0.1 molar solu­
tion of HGl in 65 per cent ethanol water, assuming the density 
of this solution to be equal to the density in the absence of 
HGl 
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q m 0.119, qE = - 0.118, (r^ - q^) = - 0.121 
Examination of the Hammett Acidity Function 
In order to find a relationship between the Hammett 
acidity function and Grunwald1 s treatment of acid-base re­
actions in mixed solvents, it will be convenient to examine 
closely the condition required in order that a Hammett 
acidity function be defined. This condition is stated as 
log -— r d (77) 
BH 
where fg and fgg are degenerate activity coefficients of 
base B and its conjugate acid, respectively, and d is a 
constant. This condition must be met for all bases, i.e., 
d is a constant independent of the base under consideration. 
There is, however, no restriction on d with regard to the 
solvent. Equation 1 can be rewritten 
tt 
ap a i2 
log -a— - log -S = d (78) 
a B 
BH 
where the a* represents activities in any solvent S and the 
a represents activities in water. Thus the Hammett acidity 
function which is written 
H° : - log &H fB (79) 
fBH 
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can also be written 
H^ z - log fg - d - log Cy. o (80) 
For convenience let us define 
H* = log fg* - d (81) 
which is just the Hammett acidity function without the con­
centration term. The term by fg is degenerate activity 
coefficient of hydrogen ion in solvent S and may be 
represented by 
* f * log f r log SH (82) 
ii 
SH 
or 
log fH* r log SH2+ _ log HgO* (83) 
aOII* a 
SH HgO 
Now, if Equation 78 holds for all bases, there seems to be no 
good reason to exempt water. Thus, 
» 
aH20 HgO 
log log —-— = d (84) 
aH50+ aH30* 
Substituting Equations 53 and 84 into Equation 81 one obtains 
a* 
H* = - log * + log — r pK__" (85) 
SH HgO s 
w <0+ " 85 
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Thus H* is equal to the pK for the reaction 
H s0+  + SH = HgO + SHg"* (86) 
at; measured in solvent s. Equation 80 may now be written 
H° = pKg^ _ log (87) 
Thus if H° is plotted versus log CH for any solvent a 
straight line should be obtained with a slope of one. The 
intercept when 0^=1 must be equal to pK_^ . In Figure 13 
is shown such a plot for water, ethanol, acetone, and dioxan 
taken from Braude (7). It is seen that for all solvents the 
slope is very close to one as predicted, except for dioxan 
which has a slope of 0.5, It is observed, however, that some 
of the lines deviate at higher acid concentration. This can 
5 be accounted for by PKg5 not being independent of the con­
centration of acid. Indeed, one would not expect this to be 
so. This point will be taken up again .further on, but 
unfortunately with no completely satisfying explanation. 
In the light of the discussion of the Hammett acidity 
function given in this section, it can be seen that this 
function is not necessarily a measure of the difference in 
proton activity between pure water and some other solvent s. 
Indeed, if the assumptions involved are valid, it is only 
generally true that the Hammett acidity function is a measure 
of the difference between the basicity of a water molecule in 
Figure 13, Hammett acidity function versus 
logarithm HCl concentrate. 
0 
O 
o 
77 
2.0 — 
0 
X 
— LOG C 
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the case of mixed solvents. 
If the quantity of d In Equation 78 and Equation 84 is 
essentially constant under all conditions, then the two 
statements above are equivalent. However, it will be shown 
in the next section that d is a function of the solvent, so 
that only the second statement is true. 
Relations between Hammett Acidity Function and 
Grunwald Treatment of Acids and Bases 
O 
The quantity pKgg can be obtained from Equation 24, 
Thus, 
PK85S r * S _ m V 0 = E* (88) 
00 2.3 RT W SH 
It is seen from the above expression that d is represented 
by the quantity ayY from comparison with Equation 81, since 
the definition of log f_ in Equation 83 is essentially the 
n 
same as the definition of oi in Equations 16 and 7. Thus the 
d will change with solvent as 
In Figure 14 are plotted values of H* versus mole 
composition of water ethanol from data by Braude (8) at 0.1 
molar and 1 molar HCl, together with values of the function 
- m^Y using Grunwald*s data and a value of 3.9 for m^. 
In a comparison of this data it is assumed that the 
Sri 
values are not generally affected by small concentrations of 
* 
Figure 14, Comparison of H and the function -
QT^ versus mole fraction ethanol. 
v 
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strong acid. 
It can be seen that agreement between the data for 0.1M 
and the calculated values are quite good up to Xg s 0.5. The 
values for 1 molar are all too high. This Is probably in 
greater part correlated with the fact that a large deviation 
from linearity occurs for water in Figure 13 at this concentra­
tion. The lack of agreement of the calculated curve from 
experimental value for 0.1M HCl is significantly outside of 
experimental error. It was observed in the discussion of 
Equation 76 that Is not entirely independent of the 
concentration of strong acid. The conditions are In the right 
direction but are much too small to be significant. The most 
likely explanation of this deviation is that the HCl is 
incompletely dissociated at higher concentrations of ethanol. 
If the HCl is not completely dissociated then Equation 76 is 
not valid, since assumptions in Equation 73 become 
- (rw * rE) = r*A XA • (1 - )XA (89) 
- (% + = %r = - XA 
where y is the degree of dissociation of strong acid. Equa­
tion 70 then becomes 
S m " USH*(H2°) * (%g * q.E) usu*(HgO) " UgH*(EH) + 
^(HgO, EH) + (rw - q,) (PgH - P^) - (1 - )XA 
<PEH " FAH> <9°) 
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Thus Equation 89 differs from Equation 76 only by the 
addition of the last term. One can estimate the error intro­
duced by neglecting this last term if a suitable value of 
Fah is assumed. The standard free energy of formation of HCl 
from its elements is given in the International Critical 
Tables as about 22.7 kcal/mole. The standard free energy 
of HCl in infinitely dilute aqueous solutions is about 31.3 
kcal/mole. 
Assuming that it is in the neighborhood of 23 kcal/mole 
and using the value 45 kcal/mole for the standard free energy 
of ethanol let us estimate the degree of association necessary 
to account for the deviation of the experimental values of 
Braude at O.lM HCl in 80 per cent by weight ethanol. If the 
change in density on adding acid is ignored, the mole fraction 
of HCl is about 0.04. The deviation of Braude• s data from 
the value calculated using Grunwald's data is about two tenths 
of a unit. Thus 0.2 -
(1 - oi) 0.04 70000_ (1 -cpC) .04 x 50 
2.3 RT 
The value of c^-is in the neighborhood of 0.9, which does not 
seem at all unreasonable. 
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Appendix 
a  
If p^ is the difference between and XJ where X^ is 
the mole fraction of anion in one mole of solvent anion 
and X^ is the amount of Q^H added to foim one mole of the 
total mixture, one can write, 
P5 ^ (Xi • Pi'%- (D 
i - 1 
where the p^'s are subject to the restriction 
n 3 
' J  "  "  Pi = - V pi £ j = 1 (2) 
= 1 
or equivalently 
^n 
y p1 = o (3) 
i = i 
Analogously for the solvent cation 
w =  •  ç .  i ( x i  +  q i ' w  ( 4 )  
in which the q^ are restricted by 
(5) 
85 
or 
qj ' i (s) 
and also for the undissociated molecules of the solvent 
n 
FSH = i, , (X1 * ri'%H <7> 
where r^ is restricted by 
n 
e ri = 0 
1 = 0 
or 
r i  = - Z 
i = 1 
Thus one can write 
n 
(9) 
uSH(°H, S ) = F • X (Xi " ri)F0,H ' FI OH™ 1 i Q^H HgO 
i = 1 
%i 
since 
X± = 1 
1*1 + Pi)Fa,- (i°) 
- Z XiF0H~ + EXiFQ^H " ,2XiPHgO " ) XiF%i" * 
Z ri%H ' ^PiFfti" 
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" 2"Xi(F0H- * FQ,iE " FHgO " V> * <^riF 
Z Pj.Fr, _ 
QiH 
<hm 
u
sh(°h, S ) = uSH(oh > \ * /^"riFqlH " ^ pipq1-
The term 
X C OH 
^ piPQl- " WOH */>!% £ 'H' 
i 
Y- OH 
and since PQH = ~ ^ / p± £ 
i 
OH ~ OH 
(12) 
i i 
OH 
V  r  \  c  
2PiPOi" = " 2 PiFOH £ * iPiFQi" cC 
pi(Foir " Fo,-) cT Si" 
i 
However, 
Fos- " V = POH * %H - p9l - V - \%0 
- 
uSH'0 i J  » '  * (PHgO " PQ1H^ '13 '  
Thus 12 becomes 
l^HgO 
87 
OH 
11 £ (i*) 
i 
Since Ugg(OH, OH) = 0 the term. 
OH 
' jpiuSH(oh' v <£ = v> <1s> 
the term 
OH t— OH 
Pi ^HgO " *0^ £• - ,/PiPHgO oC • (16) 
i i 
PiFO.H cE 
OH 
q±H 
i 
POHFHgO * 2 cC 
/ PiF^H 
thus 14 becomes 
1 PiV = ' IPiUSH<0H"> V) * )Pi\H (") 
and 10 becomes 
USH^®# ^ ) 3 ^  "* Q± ) * ^(ri ~ 
Pi)FQlH (18) 
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By a similar treatment one also obtains 
uSH^20) SH) a ^ (Xj + USII^2°> Q.iH) -
-E (ri ~ qi)FQ,^H (19) 
Introducing these relations into Equations 24 and 27 of the 
text 
M 
^ = - ^SH (HgO) + 2(%i + %i)UsH(H2°' Q±%) -
(^rl " qi)F«iH (20) 
and 
^ " "S^(OH) + + Pi)Ug^(OH, %i~) + 
% ^i ~ Pi)FQiH (21) 
using the relation 
QiH) = Usy'(HgO)- %sH*(QiH) + %(HgO, Q^H) (22) 
and 
uS«;(OH, HgO) = Ugjj (OH) - ugjr (Q„ ) * (CH , ) (23) 
Equations 20 and 21 become 
°i = " USH (H2°) + Z (Xi 41 ^i) tuSH (h2°) " USH* ^ iE) ^  
uw(HgO, QiH)^ - £(r± - qi)F(^lH (24) 
and 
89 
4- - "SH*'08» - I(Xi " Pi> Uh^OH, - uSHtt(%") + 
U^OH, Q^)J - [(r% - Pi)P (25) 
The quantities q^, p^, and r^ are not independent of 
each other. The (n - 1) independent p^'s, the (n - 1) 
independent 1 s and the (n - 1) independent r^'s are related 
by equation of the type 
u
sh(°h"> = - log °H a^iH (26) 
of which there are (n - 1) 
uSE[(^20' z " log (27) 
%0+ aQlH 
of which there are (n - 1), and any (n - 1) equation of the 
type 
X" + 
, QjH) = - log Ll> (28) 
aQj_H aQjH 
of which o\ily (n - 1) are independent of each other. In 
particular, one could choose Equation 28 such that Q^H s HgO. 
If the concentration of ions is not too large one can write 
Equation 27 as 
UgH(OH, Qj") : - log (X0H * P0H> (X1 T V (29) 
(XH20 + rH20) (Xi- + pl} 
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Similarly Equation 24 becomes 
USH(H2°> = - log^BgO * Te2 (Xl ^ Ql) (50) 
(XH20 * (Xl + Pi) 
However, in order to write Equation 28 as a function of 
the XjL * s, r^'s, p^'s, and q^ ' s one must first find suitable 
expressions for concentrations. This can be done by solving 
any 3n of the following equations for n terms XA n terms 
X^ T + and n terms X^ - which all added together should total 
QiH2 Qi 
one mole. 
CQiV * XQi- = Xi 
,n n + Xn n + + XA .= X4 (31) 
of which there are n 
xi ' pi = V 
V 
of which there are (n - 1) independent 
h J J k *  v£ 
XJ qj X^Hg* 
of which there are (n - 1) 
Xi + rl . 
Xj * Pj XQjH 
(32) 
(33) 
(34) 
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of v*iich there are (n - 1), and 
x<w ' 
(35) 
